In studying the reaction which takes place between glycine and iodoacetic acid in certain alkaline buffer solutions (1), it was necessary to consider the saponification of iodoacetic acid by hydroxyl ions. This occurs simultaneously as an independent side reaction. By determining the velocity constants for the saponification in the solutions in which glycine was omitted, the rate of the iodoacetic acid-glycine reaction could be obtained. The study of the kinetics of the saponification reaction of iodoacetic acid forms the subject of the present paper. Holmberg (2) investigated this reaction over a limited range of concentration of the reacting constituents. His measurements have been extended in the present paper to regions of greater alkalinity. His paper appeared before the publication of Brgnsted's (3) hypothesis, and hence his data were not interpreted on this basis.
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(Accepted for publication, October 2, 1935) In studying the reaction which takes place between glycine and iodoacetic acid in certain alkaline buffer solutions (1) , it was necessary to consider the saponification of iodoacetic acid by hydroxyl ions. This occurs simultaneously as an independent side reaction. By determining the velocity constants for the saponification in the solutions in which glycine was omitted, the rate of the iodoacetic acid-glycine reaction could be obtained. The study of the kinetics of the saponification reaction of iodoacetic acid forms the subject of the present paper. Holmberg (2) investigated this reaction over a limited range of concentration of the reacting constituents. His measurements have been extended in the present paper to regions of greater alkalinity. His paper appeared before the publication of Brgnsted's (3) hypothesis, and hence his data were not interpreted on this basis.
The technique employed is essentially the same as that which was described in the previous paper (1) . Certain portions of the iodoacetate and hydroxyl ion containing-solution, whichwas kept in a thermostat at 25 ° :k 0.01, were withdrawn during different time intervals during the saponification. In order to stop the reaction they were brought approximately to neutrality by the addition of HC1. The quantitative estimation of the iodoacetic acid in the samples consisted in recording polarographically the horizontal portions of the current-voltage curves. The concentration of iodoacetic acid can be read from these (see Fig. 1 ). Since the saponification of the iodoacetic acid by OH ions yielding glycollic acid is an ionic reaction which involves salt effects, it was considered desirable t6 investigate first the reaction rate using sodium hydroxide instead of the buffer solution. In this case, according to Br6nsted's hypothesis (3), only the primary salt effect takes place and a positive salt catalysis for this ionic type is to be expected. This reaction is not complicated by side reactions and the ionic strength of the solution remains unchanged during the reaction.
Br6nsted's kinetic equation for this type of reaction has the form,
in which k0 is the velocity constant independent of salt concentration, a and b are the initial equivalent concentrations of iodoacetate and hydroxyl ions, respectively, x is the decrease in the concentration of reactants at the time t, andf (IAc),fo H-, andf,-are the activity coefficients of iodoacetate, hydroxyl ions, and Brtinsted's critical complex, respectively. The values for the activity coefficients can be calculated theoretically only in extremely dilute solutions, for which the DebyeHiickel limiting laws (4) can be applied, but they can be determined also in higher concentrations empirically from solubility measurements or by other thermodynamical methods (5) . The estimation of the value forf.-is doubtful since the existence of the critical complex is an hypothetical one. The velocity constant, k, calculated on the basis of the dassical bimolecular kinetic equation,
involves the factor fIAt-" fOH-in Br6nsted's kinetic equation (1) f.= which used to be denoted simply by F. This factor is expressed by the relationship,
Knowing the value for F at one ionic strength, for which the value for f¢~ was assumed to be equal to a known value of the activity coefficient of a divalent anion at the same ionic strength, other values for F can be calculated by means of equation (3) when k is determined experimentally. Table I demonstrates the calculation of the bimolecular velocity constants according to equation (2) for the initial concentrations Since the values for (a --x) represent the reading of the current intensities in mi]llmeters, (which are proportional to the concentrations Fig. 1)) , the values of b must be expressed in the same arbitrary units; viz., they must be multiplied in this case by the factor 61/0.0198. The values for (b --a), however, must be expressed in equivalent concentrations. Table II shows the values for the velocity constants, k, obtained from experiments in which the initial concentration of iodoacetic acid was kept constant (a --0.0198 N), while the initial concentration of sodium hydroxide was gradually increased.
The observed increase of the values of k with the increased concentration of sodium hydroxide must be related to the increase of the factor F, which depends upon the ionic strength. In Fig. 2 the velocity constants, k, are plotted against the ionic strength,/~. Accepting for F in a solution of ionic strength, # = 0.1, the value of 1.22, which is given empirically from thermodynamical measurements by La Mer (6), the value, k0, can be calculated on the basis of equation (3) and, in this case, is equal to 14 X 10-* = 11.5 X 10 -~. The values for F
1.22
corresponding to resulting ionic strengths are determined by the ratios k/ko. This factor, F, accounts for the primary salt effect, showing a distinct positive salt catalysis. It is worth mentioning that the curve (2) found for 0.0S N NaOH + 0.05 Na(I CH~COO): 104 X k ffi 13.9.
in Fig. 2 shows an inflex point at an ionic strength in the neighborhood of 0.8 #, at which the activity coefficients of alkali hydroxides show minimal values (7) .
The positive salt catalysis could be demonstrated also qualitatively by an increased rate of saponification when neutral salts were added to the reacting medium, Thus the presence of 0.5 N KC1 in 0.709 N NaOH and 0.0198 N Na(I CH2 COO) increases the velocity constant from the value of 14.7 X 10 -4 to a value of 23.5 X 10 -4, and the presence of 0.6 N Na2SO4 in 0.083 N NaOH and 0.0198 N Na(I CH, COO) from the value of 14 × 10 -4 to a value of 23.5 × 10 -4.
The measurements of the velocity constants of the saponification of iodoacetic acid in buffer solutions were carried out by using the same experimental technique. In the set of experiments which are given in Table III denoted by k,, and related to the given pH, were calculated by using the formula for monomolecular reactions, fOH-which, in this case, should be expected to be about 0.6---0.7. The values for k, at pH = 11.2 and 9.91, on the other hand, do not show any proportionality to the concentration of hydroxyl ions; rather, their proportionality to the concentration of sodium hydroxide or borate anion in the buffer solution seems to be satisfied. This relationship which holds in the pH range below the neutralization of boric acid might be related to the principle of general basic catalysis (8) . This principle involves the cases in which the velocity constants are proportional to the anion of the weak acid which, in the sense of Br6nsted's interpretation, is to be regarded as a base. In order to apply this principle to the described problem, more detailed experiments must be made.
The author is indebted to Professor Carl L. A. Schmldt for his helpful interest during the work. S~RY 1. The rate of the saponification of iodoacetic acid in sodium hydroxide and alkaline buffer solutions yielding glycollic acid was measured by means of Heyrovsk~'s polarographic method.
2. From the bimolecular velocity constants, increasing with the ionic strength of the solution, the Brt~nsted factor, F, which characterizes the primary salt effect, was calculated.
3. In the borate buffer solutions the monomolecular constants of the saponification were determined which, at values above the pH of neutralization of boric acid, show a proportionality to the concentration of hydroxyl anions. Below the pH of neutralization of boric acid, they are proportional to the concentration of borate anions.
